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1. Aim of the Experiment
Students were tasked: “To determine the rate law for the formation of iodine in the reaction between hydrogen peroxide and iodide ions in an aqueous solution, using vitamin C (ascorbic acid) as a reducing agent and starch as an indicator.”
Within the wider context of the OME degree, the aim of the experiment was to demonstrate collision theory and the kinetics of chemical reactions; in particular, the effect of changing the concentrations of reactants within an experiment. This was done so that students would then be able to take the awareness of these fundamental principles forwards and apply it within their respective workplaces.


2. Theory
A well known reaction, and a staple experiment of many further and higher education chemistry programmes, the “Iodine Clock” reaction was discovered in 1886 by Swiss chemist Hans Heinrich Landlot. [1] It functions by creating two simultaneous reactions, one which creates the element Iodine and one which consumes it. This occurs due to the Hydrogen Peroxide (H₂O₂) containing an Oxygen-Oxygen single bond, which is relatively weak and requires only a small amount of energy to break. When it interacts with iodide ions (I⁻), one of the oxygen atoms from the Hydrogen Peroxide undergoes reduction and gains electrons, while the Iodide ions (I⁻) are oxidised and lose electrons to form Iodine molecules (I₂). [2][3][4]
These reactions occur alongside each other, until all the Iodide ions in the Potassium Iodide have been oxidised and the reaction is exhausted. This results in an excess of elemental iodine, at which point it reacts with the starch indicator to produce an Iodine-Starch complex. This turns the reaction mixture from colourless to dark blue, indicating that the reaction is complete. [3][4]
By varying the concentration of the reactants, the rate of reaction can be increased or decreased proportionally to the change in concentration. This is consistent with collision theory, which states that chemical reactions occur due to the collisions between individual molecules within a reaction mixture with sufficient kinetic energy to exceed the activation energy required to break bonds within the existing molecules; thus allowing new ones to form. It states that by increasing the number of collisions, we can thus increase the rate of the reaction. It goes on to explain that this can be done by increasing the concentration of reactants (i.e. increasing the number of molecules available to collide, and therefore, react) or increasing the temperature of reactants (thus increasing their kinetic energy, making them more likely to exceed the activation energy, and therefore undergo a reaction, upon collision). [5]
This underpins the principles of Kinetics within Chemistry. Other methods of increasing the rate of reaction are also available, such as increasing the surface area of reactants, if solid, thus creating a larger area over which molecular collisions and thus reaction can occur, or by the addition of a catalyst, which lower the energy required for the reaction to take place by providing an alternative pathway with a lower activation energy, thus making a successful reaction more likely to occur. However, in the reaction detailed within this report, as it is an aqueous solution within an open system, only the concentration and temperature should affect the reaction rate. The temperature can be assumed to be constant (room temperature within the lab), and as such the experiment provides an ideal method for assessing the affect of varying the concentration of the reactants. [6][7]
The experiment also introduces the important concept of a rate law. This is an equation which relates the rate of a reaction to the concentrations of the reactants, products and catalysts present. As the “Iodine Clock” consists of bimolecular reactions, it follows the simple rate law, which takes the form: 
Rate, r = k [A]a[B]b… etc
Where k is a constant introduced to relate the proportionality of the rate of reaction to the reactant concentrations, A, B are the concentrations of the reactants and a,b are the orders of their respective reactions. [6][7]




3. Hypothesis
Within each set of experiments, one with varying concentrations of Hydrogen Peroxide (experiments 1.1 – 1.4) and one with varying concentrations of Potassium Iodide (2.1 – 2.4), the reaction rate will be slowed by the reduction of the concentration of the respective reactant, and thus the measured time taken (t) for the reaction mixture to undergo a colour change from colourless to dark blue will be increased.
By measuring the time taken and recording the concentration of the reactants within each experiment, the rate laws for the reaction with respect to each reactant will be able to be calculated, including the orders of the reactions and the constant of proportionality. 
These will then be able to be combined to provide an overall rate law for any reaction of two differing concentrations of KI and H2O2.

4. Variables
For all experiments, the dependent variable will be the time taken for the reaction to occur, as this is being recorded to calculate the rate of reaction following the experiments.
For experiments 1.1 – 1.4, to determine the order of reaction in Hydrogen Peroxide:
· The independent variable will be the concentration of Hydrogen Peroxide within the final reaction solution. This will be varied between experiments by altering the amount of H2O2 in Solution B, and the amount of Water in Solution A.
· The control variables will be the amount of Potassium Iodide, Ascorbic Acid and Starch Indicator within Solution A.
For experiments 2.1 – 2.4, to determine the order of reaction in Potassium Iodide:
· The independent variable will be the concentration of Potassium Iodide within the final reaction solution. This will be varied between experiments by altering the proportion of KI and Water in Solution A.
· The control variables will be the amount of Ascorbic Acid and Starch Indicator within Solution A, as well as the amount of Hydrogen Peroxide within Solution B.


5. Equipment and Chemicals
5.1. Equipment
· 4x 50ml Conical Flask
· 2x Glass Pipettes & Fillers
· 1x Measuring Cylinder or Test Tube
· 1x Glass Stirring Rod
· 1x Stopwatch
· Nitrile Gloves (PPE)
· Safety Glasses/Goggles (PPE)
· Suitable Waste Disposal
5.2. Chemicals
· 0.20 M Potassium Iodide Solution
· 0.10 M Ascorbic Acid (Vitamin C) Solution
· 1% Starch Indicator
· Distilled Water
· 3% Hydrogen Peroxide Solution


6. Experimental Procedure
6.1. Order of Reaction in Hydrogen Peroxide
1. Using the first pipette, prepare Solution A in the four conical flasks according to table 1.
2. Using the second pipette, prepare solution B in the measuring cylinder or test tube.
3. For each experiment, quickly add solution B to the appropriate conical flask, stir and start the stopwatch.
4. Record the time until a permanent deep blue colour appears (choose a consistent point within the colour change reaction to stop the timer for each experiment.)
	Experiment No.
	SOLUTION A
	SOLUTION B

	
	KI - 0.20 M
(ml)
	Vit - C 0.01 M
(ml)
	Starch 1%
(ml)
	Water
(ml)
	H2O2 3%
(ml)

	1.1
	3.0
	1.5
	1.0
	18.5
	1.0

	1.2
	
	
	
	17.5
	2.0

	1.3
	
	
	
	16.5
	3.0

	1.4
	
	
	
	15.5
	4.0


Table 1 – Required Solutions for Experiment 1.1-1.4
6.2. Order of Reaction in Potassium Iodide
1. Using the first pipette, prepare Solution A in the four conical flasks according to table 2.
2. Using the second pipette, prepare solution B in the measuring cylinder or test tube.
3. For each experiment, quickly add solution B to the appropriate conical flask, stir and start the stopwatch.
4. Record the time until a permanent deep blue colour appears (choose a consistent point within the colour change reaction to stop the timer for each experiment.)
	Experiment No.
	SOLUTION A
	SOLUTION B

	
	KI - 0.20 M
(ml)
	Vit - C 0.01 M
(ml)
	Starch 1%
(ml)
	Water
(ml)
	H2O2 3%
(ml)

	2.1
	1.0
	1.5
	1.0
	18.5
	3.0

	2.2
	2.0
	
	
	17.5
	

	2.3
	3.0
	
	
	16.5
	

	2.4
	4.0
	
	
	15.5
	


Table 2 – Required Solutions for Experiment 2.1-2.4



7. Experimental Observations and Data
The eight experiments detailed above were carried out according to the solutions and procedures detailed in part 6. The time for the colour change to appear within each reaction, t, was recorded for each experiment. The Molarity of the interrogated reactant was calculated, as was 1/t, as this will be required for later rate calculations. This data for each experiment can be seen in tables 3 and 4 below
	Experiment No.
	[H2O2]0 Molarity
(M)
	Clock Time, t
(s)
	1/t
(s-1)

	1.1
	0.035279591
	117.72
	0.00849

	1.2
	0.070559182
	61.22
	0.01633

	1.3
	0.105838772
	44.95
	0.02224

	1.4
	0.141118363
	44.11
	0.02267


Table 3 – Experimental Data from Experiments 1.1 to 1.4
	Experiment No.
	[I-]0 Molarity
(M)
	Clock Time, t
(s)
	1/t
(s-1)

	2.1
	0.008
	102.70
	0.00973

	2.2
	0.016
	61.67
	0.01622

	2.3
	0.024
	51.75
	0.01939

	2.4
	0.032
	45.89
	0.02179


Table 4 - Experimental Data from Experiments 2.1 to 2.4
It was noted by the students how the resultant reaction times were subjective, with individuals having to choose the exact colour at which they would stop the clock arbitrarily on the first experiment, and then having to try and pick the same moment with the subsequent reactions.
In the absence of any specific temperature control apparatus, it was assumed that all experiments were performed at the same temperature.


8. Analysis, Results and Discussion
In order to determine the rate and order of the reactions, the data collected had to be manipulated. As the rate of reaction itself had not been collected, this would need to be derived from the time t taken for a certain amount of iodine to form (the chosen colour point). The amount of Iodine is constant for every experiment, and as such the rate is proportional, but not equal to, 1/t.
In order to express this proportionality, a constant k is introduced which relates 1/t to the known rate law for the reaction:


Where m and n are the reaction orders of [H2O2] and [I−] respectively. Since the rate law has an exponential form, the logarithm was taken of both sides of the equation in order to linearise the relationship between the two variables:

And thus, by taking a linear line of best fit, the equation of the line produced in the form y = mx + c will directly relate to the reaction characteristics, with y to Log (1/t), x to Log [Reactant] and m, the gradient, to the reaction order, m or n. The intercept of the line with the y-axis, c, gives the Logarithm of the constant k.
In line with the above process, logarithms were taken of the concentration of Hydrogen Peroxide and the time taken under 1 for reactions 1.1 – 1.4. These are shown in Table 5, with all figures rounded to 4 decimal places.
	H202 vs Time

	Log(H2o2)
	Log(1/t)

	-1.4525
	-2.0709

	-1.1514
	-1.7869

	-0.9754
	-1.6527

	-0.8504
	-1.6445


Table 5 – Logarithms for Experiments 1.1 to 1.4
These figures were plotted against each other on a graph utilising the Microsoft Excel™ software and a line of best fit drawn. This can be seen with the resultant linear equation in figure 1.
Fig. 1 – Graph of the Logarithm of (1/t) against the logarithm of [H2O2]0
As can be deduced from the graph, the order of the reaction, m, is 0.7448. Due to the uncertainty introduced within the experimental procedure, this can be assumed to be representative of an order of 1, and as such experiments 1.1 to 1.4 can be classified as a first order reaction with respect to Hydrogen Peroxide.
The intercept of -0.9639 is equivalent to Log [k], and as such the constant k has a value of 0.1087 (4 decimal places) for experiments 1.1 to 1.4.
The steps were repeated for experiments 2.1 to 2.4, with logarithms taken of the concentration of Iodine Ions (Within Potassium Iodide) and the time taken under 1 for the reactions. These can be seen in table 6.
	I- vs Time

	log(I)
	log(1/t)

	-2.0969
	-2.0116

	-1.7959
	-1.7901

	-1.6198
	-1.7139

	-1.4949
	-1.6617


Table 6 – Logarithms for Experiments 2.1 to 2.4
These figures were again plotted against each other on a graph within Excel™ and a line of best fit drawn. This can be seen with the resultant linear equation in figure 2.
Fig. 2 – Graph of the Logarithm of (1/t) against the logarithm of [I−]0
As can be deduced from the graph, the order of the reaction, m, is 0.5844. Whilst this is lower than that found in experiments 1.1-1.4, this can still be assumed to be representative of an order of 1, and as such experiments 2.1 to 2.4 can be classified as a first order reaction with respect to Potassium Iodide.
The intercept of -0.7706 is equivalent to Log [k], and as such the constant k has a value of 0.1696 (to 4 decimal places) for experiments 2.1 to 2.4.
These two results can then be combined to give the overall rate law for the reaction between Hydrogen Peroxide and Potassium iodide:

Where m and n have both been determined to be 1, and as such the overall reaction betwen the two reactants will be a second order reaction.
In order to calculate the overall constant k for any experiment between these two reactants, the average value across all experiments needs to be calculated. This can be done by applying the following equation to the data for each of the eight experiments, utilising the now established values of m and n. 

Once the individual values of k had been calculated for each value, the mean figure could be calculated from these to find the overall constant for the rate of reaction between Hydrogen Peroxide and Potassium Iodide. This can be seen in table 7.




	Experiment No.
	k Value

	1.1
	0.906898666

	1.2
	1.0406592539

	1.3
	1.0478989688

	1.4
	0.8619015852

	2.1
	0.8715821488

	2.2
	0.9680167952

	2.3
	0.9133810093

	2.4
	0.8675946268

	(Mean) Average
	= 0.9347416318

	
	= 0.9347


Table 7 – Values of Constant k
As such, the overall value of constant K was determined to be 0.9347, to 4 decimal places. This can be inserted into the equation to provide the final rate law for the reaction, namely:


The unit of rate for the final reaction will be mol/liter/second, or mol L⁻¹ s⁻¹.




9. Conclusions
The students successfully undertook the “Iodine Clock” reaction to determine the rate law for the formation of Iodine in the reaction between Hydrogen Peroxide and Iodide Ions in an aqueous solution. In doing so, they determined that the reaction is single order with respect to each of the two reactants (H2O2 and I-), and therefore when combined into an overall rate law, the reaction is that of a second order. This confirms collision theory: that an increase in the concentration of reactants leads to a greater number of molecular “collisions” and therefore an increase in the rate of reaction. 
This highlights the vital importance of kinetics within chemical reactions, particularly that of the effect of changing concentration of the reactants within. When applied to the OME context, this is critical as the reactions within the synthesis process of any energetic substance must be carefully controlled to ensure that the reaction does not occur too quickly, as this could lead to a thermal runaway due to the exothermic nature of most energetic synthesis reactions. This would likely lead to an unintended initiation.
When combined with the other kinetic theories the students were taught (most significantly the effect of temperature, but also the effect of particle size, on the rate of reaction), it provides a crucial level of fundamental kinetics knowledge for any students involved in the synthesis (or the work informing synthesis) of explosives. This allows them to make informed decisions and conduct chemical processes whilst minimising risk to those involved as well as maximising the quality of the synthesised product.
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